Volume 275, number 1,2, 114-116

FEBS 09121

November 1990

Reactlons of Fe(II) ATP and Fe(II)-c1trate complexes with t-butyl
hydroperoxnde and cumyl hydroperox1de

‘ J .D. Rush and W.H. Koppenol

Btodynamtcs‘ Institute and Departments of Chemzstry and Biochemistry, Louisiana State Umverszty, Batan Rauge,
LA 70803 1804, USA

Received 21 September 1990

Rate constants for the reactions of cumyl hydroperoxide and ¢-butyl hydroperoxide with ferrous complexes of ATP and citrate were measured

at pH 7.4. These ligands are potential chelators of iron(ll) in the low-molecular weight iron pool that may catalyze oxidative degradation of biomole:

cules. The second-order rate constants for the reduction of cumyl hydroperoxide and s-butyl hydroperoxide by ferrous ATP are 3.1 x 10* and

1.3x10° M~1571, respectnvely, at 25°C and 0.11 M ionic strength. Rates of rediction by. ferrous cxtrate are similar. Activation enthalpies for these.
‘ -reactions average 10 kcal/mol. ‘ ‘

Fenton reactlon, Ad..nosme tnphosphate, Curate, Cumyl hydroperoxade, J-Butyl hydroperoxxde Ferrous nucleoude, Alkoxyl radical

1. INTRODUCTION

Récently, we reported rate constants for the reactions

of iron (II)-nucleotide complexes with hydrogen perox-
ide [1]. These rate clata indicated that the reaction pro-

ceeded faster when the iron(Il) complex had more
coordination sites occupied by water, in:line with the

presumed inner-sphere character of this  electron
transfer reaction. This trend is similar to that observed

in a’series of aminopolycarboxylate ligands (2,31, If in-~

deed steric factors contribute to the rate of reaction,
then one would expect alkyl hydroperoxides to react
more slowly than hydrogen peroxide. ‘

It has been shown that iron bound to ATP and AMP
[4], and possibly citrate [5], constitutes the major part
of the small concentration of low-molecular weight iron
complexes in vivo, This pool of soluble iron is potentiai-
ly harmful in that it can catalyze reactions that result in
reactive oxyradicals [1,6). Three such reactions are rele-

vant in this context: (i) the autoxidation of ferrous com-

plexes yields superoxide which, although not very
‘reactive in water, is a precursor of more reactive radical
species; (ii) the one-electron reduction of hydrogen
peroxide results in hydroxyl radicals directly, or via the
ferryl intermédiate [1,3], and .(iii) the one-electron

reduction of alkyl hydroperoxides leads to alkoxyl

radicals. 'The hydroxyl radical is'a powerful ‘oxidant,
E°’(COH/H0)
discriminately with- biomolecules at diffusion-
controlled rates [8]. Alkoxyl radicals are less oxidizing,
E( RO/ROH) 1.6 V'[9]. Rate constants for the
reactions mentioned above are essential to determine
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= 2,31 V at pH 7 {7], that reacts in-

which ‘réaction‘ w‘ill‘domina‘te under physiological con-

-ditions; and to calculate rates of radical production.

The topic of this communiation is the third reaction.

The organic hydroperoxides selected for this study
showed similar reactivities towards ferrous complexes.
It seems reasonable that these results-also apply to alkyl

- hydroperoxldes that are of a more physxologlcal nature

| 2. MATERIALS AND METHODS

Kmeuc data were obtained with a stopped-flow spectrophotomeler
(Kinetics Instruments/On-Line Instruments Systerns) maintained at a
constant temperature with a VWR. 1160 circulation bath. Buffered
solutions with the hydroperoxidé and free ligand ~ ATP or citrate =
were mixed with a ferrous ammonium sulphate solunon andthe for-
mation of iron(IlI) was monitcred at-300 nm. 10-fold stoichiometric

‘excesses of cumyl or t-butyl hydroperoxide over iron(II) were used

and all solutions contained 0.1 M'NaCl and-§ mM phosphate (pH =
7.4). Identical rate constants were obtained when iron(I) was the éx-
cess reagent. ATP and citrate concentrations were at least in 5-fold ex-
cess and of sufficient.concentration (> 1 mM) to completely complex
‘iron(11). First-order rate constants were determined at 25°C. Activa-

‘tion energies were obtained by determining the effect of temperature

on the rate of reaction at one concentration of alkyl hydroperoxide.
Cumyl - hydroperoxide, . CsHs(CH3)COOH, ' and- ' t-butyl

" hydroperoxide, (CH:);COOH, were from  Aldrich. Aquous stock

solutions were prepared and quantified by the oxidation of iodideé to

“iodine (137). The dxsodxum salt of adenosine 5’-tnphosphate was from

Sigma. All other common chemicals were of analyzed reagent quality
andthe water was purified by reverse osmosxs, deionization and filtra-
tion (Maxcor)

3. RESULTS

The observed rates of iron(I1I) formation for reac-
tions 1-4 as 4 function of alkyl hydroperoxide concen-
tration, are shown in Fig. 1. The reactions are
first-order in both reactants and the observed rates a

" independent of the’ cxcess reagent, which indicates that
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Fig. l The dependence of the observed rate constants for iron(III)
-formation upon alkyl hydroperoxide concentrations at pH 7.4, ¢t =
25°C: (0) Fel'ATP 4 cumyl:OOH; (O) Fe"ATP '+ ¢-butyl-OOH;
' (@) Fe'Ycitrate + cimyl-OOH; (@) Fe"cm'ate + t-butyl-OOH. Other
data points indicated (@) are for the reaction. of Fe'ATP + t-butyl-
'OCH run with an excess of the iron(11) complex. At concentrations of
cumy! hydroperoxide in: excess of approx. 1 mM, the apparent rate
constant decreases, probably due to micelle formation.

~the- number- of  iron(Il)  complexes oxidized per

‘ hydroperoxxde consumed in invariant. In the case of

~ cumyl hydroperoxide the stoichiometry is 1 because the
‘cumoxyl radical decomposes to acetophenone and a
methyl radical, as shown'in Eqn 1. t-Butyl hydroperox-
ide was found to produce approx. two Fe(IiI), which in-
‘dxcates that' the ¢-butoxyl radical is reactive towards
excess uon(II) complex see Eqns 2 and 4).

FeATP + CeHs(CHz);COOH +H -5
Fe'"ATP + CsHsCOCH;+°CH; . = B0

2 F'ATP +(CH3);COOH + 2 H* —X&s
2 Fe'"ATP + (CH3);COH @

 Fellcitrate + CsHs(CH3),COOH + H* L,

 Fellcitrate+ CéHsCOCH; + 'CHs @)

2 Fecitrate + (CH);COOH +2 H* —& |
2 Fe'l'citrate + (CH3)3COOH L@

- The rate-limiting step in both cases is the one-electron
reduction of the alkyl hydroperoxide by the. iron(II)
..complex in Eqn 5, followed by the fast oxidation. of
~iron(II) by the resultant alkoxyl radical (if stable) in
. Eqn 6, as observed in Eqns 2 and 4, and in the reaction
“with cumylhydroperox1de with ferrous pyrophosphate
&at neutral pH [10]

FeUATP + ROOH — Fell (OH')ATP-&-RO"“ )

Fe!'ATP + H;0+ RO" - Fe'! (OH)ATP+ROH (6)
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Flgure 2. The temperature dependences of second-order rate con-' :
stants at pH 7.4 for the reactions LFe!'+ ROOH. 1,L = ATP,R =

H; 2, L = ATP,R = cumyl; 3, L =

ATP, R = r-butyl; 4, L=
citrate, R = eumyl 5 L=

citrate, R = t-butyl.

‘ The alkoxyl radical does not react with dloxygen and
the reaction is therefore not affected by the presence or.
-absence of dioxygen. This radical does not attack

organic components in competition with Eqn 6 as readi-
ly as does the hydroxyl radical; which can initiate chain
reactions unless  the reactlons are. momtored underr ‘

anaerobic conditions.

Temperature dependences (ln kvs T“ for reactlons

" 1-4, as well as for the reaction of Fe"ATP with.

hydrogen peroxzde, are shown in Fig. 2. Activation en-

- thalpies of the alkyl hydroperoxide reductxon reactions

average 10 kcal/mol. These data and those from Fig.‘1

are summarized in Table I, along with pubhshed data
for the reduction of hydrogen peroxxde by these com-
plexes [1]. .

4, DISCUSSION

Rate" constants for reductlons of cumyl hydroperox-f
ide with Fe(II) at low pH, 16 M~1+571 [11,12], and with-
the Fe(IDEDTA at neutral pH, 1.1x 10 M“ =1 [10],
are smaller than those reported for the corresponding
1.1 [13] and

7.0%10°> M~!:s71 [2,14] by a factor of 3-6. A larger

‘factor is observed if one compares the reducuons of

cumyl hydroperoxide and hydrogen peroxxde by ferrous
pyrophosphate at neutral pH, 0.83x10° M™*:s7! [15],’
respectively. Ferrous ions liganded by bxpyndme ‘and

- water showed aproxxmately equal reactw'ty towards

’\115‘
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Rate constants and aetivation energies for feacdons of foreous ATP
amd fefrons citite vomplexes with O, eyl and bunyd
hydroperoside

i{‘l;‘Q\if”\lll _‘_r\I Hiheal ol

FetA Ty ROOH

Rt 6.7= 10" 1.6 10 11.$
R - byl s ! 2.0 0! 0.6
R - cumyl INERLN 6.5 10" 124
Fellcitrate v ROOL!

R 1 3.9 10 n.d, el
R o byl 1.4 10" IREA 8.9
R cumyl 2210 4.2x 0t 9.3

A AN rate constants were obtadned at pHE 7.4 ina 0.0 M NaChmeding
hydrogen peroxide, cumyl hydroperoxide and ¢-butyl
hydroperoxide [16], We find that terrous ATP and fer-
rous citrate react slower with cumy!l hydroperoxide and
t-hydroperoxide than with hydrogen peroxide by a tac-
tor of 2-5. This is in part accounted for by a statistical
factor of 2, since H20z has two reactive “OH sites com-
pared to one in the alkyl hydroperoxides. The modest
decrease in rate which results form the alkyl substitu-
tion indicates quite clearly that only one of the
hydroperoxide oxygens is involved in the transition
state complex that precedes electron transfer. We have
previously observed in  reactions of ferrous
aminopolycarboxylate complexes with hydrogen perox-
ide that the rate increases when at least one coordina-
tion site is occupied by water, compared to a hexa- or
hepta-coordinate ligand such as EDTA or DTPA. Ad-
ditional liganded water molecules do not significantly
increase the rate [2,3]. Hence, the transition state in
hydroperoxide reduction is presumed to be a ferrous-
hydroperoxide intermediate involving a single iron-to-
oxygen bridge {17,18].

H

l
L-Fe!(H,0) + HOOR + L-Fe''.OOR —
L-Fel'.OH~ + ‘OR )

The similarity in activation enthalpies also suggests that
possible differences in hydroperoxide bond strengths
are not very important, although a relation between
bond strengths in a series of stubstituted cumyl
hydroperoxides and activation enthalpies was establish-
ed [17]. In our studies activation energies and rate con-
stants appear to depend more on the iron complex than
the species of hydroperoxide. The one-¢lectron reduc-
tion of an alkylhydroperoxide is approximately 38
kcal/mol more favourable than the corresponding
reduction of hydrogen peroxide [9]. It is clear that the
overall energetics do not influence the rate of reaction,
ESR-flow studies show that iron{!I) reduces 13-L-
hydroperoxylinoleic acid with a rate constant of
33 M~!-s7! at 25°C, which is comparable to
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1o M s P I2,09) ar 250C and pEEot tor the one-
clectron reduction ot cutvl hyvdroperoxide, {t scemis
reiasonable, therefore, to assume thal rate constants
veportedl here for pil 7 also apply to hvdroperosides
with longer alkyl chains, which are more relevant to ox-
idative  processes in vivo, The study  of  more
physiotagical alkyihydroperoxides is difficult due to
their hydrophobic nature, as illustrated by & reporl on
the decomposition of phosphatidyleholine hydroperox-
ides in unilamellay vesicles by ferrous ions ot pH 6.
First-order kinetics in bath reactants were observed and
a rate constant of (1.5:x0.8) % 10" M™1 o was deters
mined {20]. However, this result obtained in an in-
homogencous system cannot be extrapalated to other
conditions. This study suggests that the overall reactivi-
ty depends on the access of the hydroperoxide moicty to
the aqueous phase, and that the intrinsic reactivity of
the hydroperoxide group is relatively independent of
the organic moiety,
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